The change in free energy with temperature at constant pressure of a chemical reaction is determined by the sum (dS) of changes in entropy of the system of reagents, dS;, and the additional entropy change of the surroundings, dSH, that results from the enthalpy change, dH. A faulty identification of the total entropy change on reaction with dS; has been responsible for the attribution of general validity to the expressions (dAG/dT)p = -AS; and d(AG/1)/d(1/T) = AH, which are found in most textbooks and in innumerable papers.
AH, which are found in most textbooks and in innumerable papers.
The free energy associated to each reagent entering in chemical reaction under constant temperature and pressure is given by the familiar Gibbs function G = H -TSi. [1] Eq. 1 is a statement of the heat content of the reagent, part of which is actual and determined by its intrinsic entropy Si, and partly potential, determined by H, the energy locked in the bonds that partake in the chemical reaction. In an isothermal reaction dG = dH -TdSi, [2] the actual change in the composition of the system does not provide a measure of the enthalpy change dH, which can only be appraised by the corresponding change in heat content of the surroundings of magnitude dQH = -dH. Similarly, TdSj provides for an additional change in the heat content of the surroundings of magnitude dQi. Calorimetric measurements do not separate these two interdependent but distinct heat changes and only their sum dQ = -(dQH + dQj) is measurable.
Neglecting the very small contribution to the external work, pdV, which is the case in practically all reactions in solution, the change in free energy of a reagent in an isothermal reaction may be expressed as a change in entropy dS of its surroundings, the sum of changes dSH and dSj
dT [5] Eq. 4 refers the changes in free energy to the entropy of system and surroundings, as demanded by the second law of thermodynamics, whereas Eq. 5 expresses the free energy change in terms of properties intrinsic to the system. If we neglect this difference and simply write Eq. 5 in the form dG dH dS dT) dT dTS we risk concluding from Eqs. 4 and 5' that (dG/dT)p= -Si
[6] and inadvertently also that SH + Si = Si. Yet the simple mistake embodied in Eq. 6 has been exhibited by textbooks and is current in the literature for the last 70 and perhaps more years. That dSi does not represent the total entropy change is brought out by the many cases in which the standard change in Si in the reaction is negative. These instances do not contradict the second law because of the larger entropy increase of the surroundings that follows the decrease in H. In fact, an immediate corollary of the second law is that: If the entropy of any part of a system decreases in the course of an isothermal process, there must be a concomitant and larger increase in another part of the same system.
The erroneous identification of the entropy change of the chemical system dSi with the total entropy change dSH + dSj leads immediately to a fixed relation of the changes in enthalpy and entropy with temperature: If dG/dT = -Si, it follows from Eq. 5' that dH/dT = T(dSj/dT) [7] is valid for each reagent in a chemical reaction, and then for all reactions [3] As such, Eq. 3 satisfies Planck's criterion (1, *) that the decrease in free energy in a spontaneous process is determined by the change in entropy of all the bodies in which the heat content changes in the reaction, a condition essentially required by the second law (2) . It follows from Eq. 3 that the free energy change of the reagent with temperature at constant pressure equals (dG/dT)p = -S. [4] From Eq. 1, we have dAH/dT = T(dASj/dT), [8] where AH and ASi are the standard changes in enthalpy and intrinsic entropy in the reaction, respectively.
It also follows that (5, 6) , led me to observe the extremely different results obtained from Eqs. 10 and 11 when specific relations of H and S of the reagents were assumed (7, 8) to permit modeling the reaction. Eventually, I was able to trace the origin of Eq. 11 to the erroneous Eqs. 8 and 8', and the original confusion between Si and S = SH + Si. This longstanding mistake has clearly arisen from inability to distinguish between the variational conditions that define the chemical equilibrium, originally stated by Gibbs (9) , and the application of the laws of thermodynamics to actual processes like those that result from finite changes in temperature or pressure. It provides a striking example of Truesdell's dictum (10): In thermodynamics, " Confusion of the nature of the equilibrium of a large class of bodies with the effect of processes undergone by members of a small class of bodies is nearly universal."
